In a previous paper 1 it was reported that there is a big discrepancy between the true alkalinities or pH values of solutions of standard alkaline buffers and of pure sodium hydroxide which give the same actual color with indicator. The discrepancy amounted to a 100 fold error in the determination of the alkalinity in the most extreme case and was very pronounced with numerous other indicators. Evidently there is a salt error caused by the buffer itself.
SALT ERROR O]~ INDICATORS. II
nate, by the use of sodium drippings, ~ and boiled out conductivity water (1.06 X 10-8). They were used as soon as prepared and then discarded. In addition for most of the E.~.~'. work, oxygen was removed from the water by bubbling with hydrogen or the water was allowed to cool after boiling in an oxygen-free atmosphere. With these precautions higher and far more consistent values have been obtained with the hydrogen electrode than have hitherto been recorded since previous investigators obviously failed with dilute solutions of alkali.
Experimental Method and Materials.
The original method was employed; namely, the direct comparison of colors given by indicators in buffer solutions and those given in pure sodium hydroxide solutions of known concentration and known alkalinity. The buffers used were S6rensen's glyclne/sodium hydroxide and Palitzsch's borax/boric acid made according to directions of Clark. 8
The glycocoll, sodium chloride, borax and boric acid were Kahlbaum's purest. The sodium hydroxide solutions were standardised by Bureau of Standards benzoic acid and constant boiling hydrochloric acid (method of ttutett and Bonnet4).
The indicators used were: The method we have used for the past 18 years at Bristol University in connection with precision work on soaps is to place clean metallic sodium in a cone of nickel gauze suspended in a desiccator over a nickel crucible. The desiccator contains a solution of sodium hydroxide free from carbon dioxide. It is essential not merely to use a vacuum desiccator but to have it fitted with well vaselined ground glass stopper to which is sealed on a U-tube containing a strong aqueous solution of hydroxide filling the bend of the U-tube. In this way it is possible to avoid any ingress of carbon dioxide. Solutions prepared in this way exhibited a conductivity I per cent greater than the best obtained by other investigators such as the collaborators of W. A. Noyes in 1907 , see Z. physik. Chem., 1911 8 Clark, W. M., The determination of hydrogen ions, Baltimore, 2nd edition, 1922, 111,115. * tIulett, G. A., and Bonner, W. D., J. Ara. Chem. Sot., 1909, xxxl, 3907 . On calculating the effect of the carbon dioxide in the laboratory it is found that there is enough present in 50 cc. of air to neutralise one half of the same volume of 0.0001N sodium hydroxide and all of 0.0000IN. Hence special care was taken in making the solutions, 10  10  10  10  10  10  6  r6  6  10  3  10  10  10 using long necked volumetric flasks as containers and running only one sample from the flask. The samples were quickly transferred to Jena test-tubes of 5/8 inch bore and paraffined corks inserteck The matching is done under a daylight lamp. The results for the buffer solutions are calculated from the formula pH= log l/H" = log OH' log 1/K~. The pH values of the sodium hydroxide are calculated directly from the known normality, assuming these dilute solutions to be wholly dissociated.
The values of K~ used were: Phenolphthalein and p-cresol phthalein were dissolved as specified, then fitrated with 0.1N sodium hydroxide till distinctly colored. This was used as the neutralised indicator. Thymol blue and phenol red were made up by dissolving the pure dye in water, and also by neutralising with one equivalent of sodium hydroxide according to Clark's directions2 It would seem inadvisable to grind the sodium 5 Kolthoff, I. M. and Furman, N. H., Indicators, New York, 1926, 248. 6 Clark, W. M., The determination of hydrogen ions, Baltimore, 1922, 81. hydroxide and indicator in the air in the mortar because carbon dioxide is taken up so rapidly. Hence, in addition to following Clark, direct neutralisation of indicator was also made.
It will be seen from Table II that the readings in this laboratory closely parallel the readings in the previously published paper in matching thymol violet, alizarin yellow G and trop~eolin O, thus in- Salt error found in the Bristol paper 10.14 -9.36 = 0.78 pH. " " " " this laboratory using indicator 1 equivalent NaOH 10.01 -9.31 = 0.70 pH.
Salt error using indicator dissolved in water 10.18 -9.31 = 0.83"pI-L Salt error found in Bristol paper 10.14 -9.36 = 0.78 pH. " " " " this laboratory 9.99 -9.31 = 0.68pH.
dicating that the results are easily reproducible if pure solutions of sodium hydroxide are employed. It is found that the discrepancy varies according to the manner of preparing the solution of indicator, but that the variation is unimportant compared with the total difference between the pH of the buffer and the pH of the sodium hydroxide solution giving any one color with the indicator. Such a discrepancy of say 0.7 units of pH is an error of fivefold in the measurement of the concentration of hy-droxyl ion by the usual method of employing these indicators and buffers.
There is no appreciable difference between the results when using o-cresol phthalein as such or the same solution titrated with sodium hydroxide until distinctly colored.
In the case of Tables V and VI the figures quoted from the Bristol paper should be revised, especially since the new results were confirmed 10.11 -9.24 = 0.87pH (0.1 percent).
by using borax, half of which had first been washed away, and by using recrystallised borax, and by obtaining a sample of the borax used at Bristol, and by varying the amount of phenotphthalein, and finally by comparing the two original samples of borax electrometrically. The colorimetric work may be summarised as follows; the serious difference between the alkalinity of the standard buffers and the concentration of pure sodium hydroxide giving the same color upon addition of indicator is confirmed. The differences between buffer and pure alkali depend upon the indicator and its concentration, being less for less indicator. Neutralising o-cresol phthalein and phenolphthalein had little effect but in the case of thymol blue and phenol red neutralisation does make a small difference. The difference in the alkalinity of the buffer and the concentration of sodium hydroxide of the same color, is shown in graphical form in the broken lines in Fig, I . As will be shown in the following section dealing with the electrometric measurements most of the discrepancy must be attributed to salt II error caused by the alkaline buffers themselves. This is represented by the solid lines in Fig. 1 (see later) . Between pH's 12 and 13 with glycine buffers, alizarin yellow G, thymol violet and trop~eolin O are free from it but at pH 9.4 it amounts to about 0.6 pH and 0.8 pH units (pure indicator).
for o-cresol phthalein and thymol blue respectively, The worst case occurs with borate buffers at pH 7.3 with phenol red where the discrepancy is 2½ pH units. In general the error is negligible in strong alkali such as pH 13 and increases steadily and rapidly as the alkalinity diminishes.
Part IT. Electrometric Determinations.
Proof that the colorimetric work is not illusory is obtained by electrometrie determinations of the actual alkalinity of the pure sodium hydroxide itself, before and after adding the indicators.
Leeds and Northrup's best standard equipment was used, employing a Clark's cell, a O.1N calomel electrode and a saturated potassium Accept~i pH ot t~ate bntt,~ Fro. 1. Comparison between the pH values of standard borate buffers and the concentration and true alkalinity of aqueous sodium hydroxide which give the same color with an indicator. The broken lines show how much greater (in pH units) is the concentration of sodium hydroxide used above that of the hydroxyl ion in the buffer; the solid lines show the difference in true pH (corrected for any action of the indicator upon the dilute sodium hydroxide); that is, the salt error caused by the alkaline buffer itself.
chloride salt bridge and special care was taken to avoid contamination of the sodium hydroxide by the potassium chloride. A number of calomel electrodes were used in each measurement as a check and measurements were not recorded where there was a difference of a few tenths of a millivolt.
The cell measured was: The voltages in the final series, B, are higher because additional precautions were taken to exclude oxygen from the solutions, since oxygen always lowers the potential found with the hydrogen electrode and because a specially high sensitive galvanometer, Type HS was used for the most dilute solutions.
The only measurements in the literature of this series of dilutions seem to be those of Lorenz and Mohn ~ and the value for 0.1N given by S6rensen. These earlier values are lower in the dilute concentrations and show an excessive falling off, obviously due to the neutralisation of their sodium hydroxide by the carbon dioxide of the air.
The values were -1.096, -1.045, -0.951 at 30 ° and 0.1" -1.0891 at 18 ° . A., Z. physlk. Chem., 1907, lx, 422 . * SSrensen, S. P. L., Biochem, Z., 1909, xxi, 131. The E.x(.L of a concentration cell involving two solutions of sodium hydroxide with no diffusion is RT In cl/c~ and the change in E.~r.F.
at the working temperature 23 ° should be 58.7 millivolts and at 20 ° 58.1 for a tenfold drop in hydroxyl ion if dissociation is complete. In series (a) the change in millivolts found for successive tenfold dilutions are 53, 60 and 64 and the final series (b) 53, 56 and 65. This means substantial accuracy !n spite of the fact that the difficulty of the measurements increases with dilution. For example Lorenz and Mohn's value for 0.001 had dropped by no less than 94 millivolts from that for 0.01 and ours are the only successful measurements for N/10,000. The results of the corresponding electrometric determinations in the presence of indicators are recorded in Tables IX-XII. In both series (a and b), 10 drops of indicator are added to 10 cc. of freshly diluted sodium hydroxide. The neutralised indicators of series (a) were kept in stoppered flasks. They were likewise used in work preparatory to the final series (b). The pH difference between pure 0.01 and O.O01N sodium hydroxide on the one hand and these solutions containing thymol blue on the other were -0.09 and -0.15 respectively, giving practically the same result as in series (a).
It should be noted that the pH differences of final series (b) are half these of series (a) due to improved technique in handling these dilute solutions. Table X records final series (b) with neutralised and unneutralised 0.02 per cent phenol red indicator. 
Effect of Neutralised and Unneutralised Phenol Red upon Solutions of Sodium
Hydroxide. The indicator is made with 0.10 gm., of Kahlbaum's solid indicator in 50 cc. each of water and alcohol, both being boiled out immediately before use. Two procedures were used in neutralising the phenolphthalein (not following Clark). Either the phenolphthalein is titrated direct with 0.1N sodium hydroxide until distinctly pink or the calculated amount of solution of sodium hydroxide required to make the monosodium salt is added. Granted that we have sufficiently shown that we have succeeded in preparing dilute solutions of sodium hydroxide of substantial purity 0.(~ 1000 ZOO0 ~.~00 4000"" ,5000 ~)00 "/000 8000 9000 10,000 11,000 the main conclusion of our colorimetric work stands; namely, that there is a large salt error inherent in the standard buffers themselves.
Lowering of
It is true that there is a slight neutralising effect of the indicators but these are such weak acids and their salts are so extensively hydrolysed as to make this a distinctly minor effect not exceeding 0.2 pH in the most dilute solutions used. It is therefore usually much tess than the error of ¢olorimetric determinations (0.2 pH corresponds to an error of 60 or -37 per cent).
The extent of the relatively slight neutralising action of the four indicators, alizarin yellow G, phenolphthalein, phenol red and thymol blue is shown in Fig. 2 for various dilutions (in liters) of pure sodium hydroxide. The neutralisation diminishes the alkalinity of the sodium hydroxide approximately proportional to the dilution. Two scales are provided in Fig. 2 so that the effect on the indicator in diminishing the true alkalinity of the sodium hydroxide as determined by the hydrogen electrode may be read either in pH units or in per cent decrease in concentration.
It will be seen that all four indicators produce almost the same effect in N/10,000 sodium hydroxide, namely 0.2 pH units decrease of alkalinity but that for phenolphthalein and phenol red this has fallen to the negligible value of 0.02 pH units for ~/1000 sodium hydroxide being still less for thymol blue and even for alizarin yellow G being only 0.05 pH units.
These corrections are negligible in comparison with the serious salt errors found, as can be seen from Fig. 1 , where the broken lines recorded the actual concentration of hydroxide giving the same color as the buffer and the corresponding solid lines are corrected by means of Fig. 2 .* For example phenol red still shows as much as two whole pH units salt error, due to the borate buffer, that is, an error of 99 fold.
SUMMARY.
Previous results of the comparison of colors given by indicators in alkaline buffers and pure aqueous sodium hydroxide have been repeated and confirmed, The elcctromctric determinations show that the sodium hydroxide was pure and gave theoretical values for the * It may be mentioned that the results in Fig. 2 have been made use of in the calculation of the alkalinity of a comprehensive set of data for soap solutions by McBain and Hay (now communicated to the J. Chem. Sot.) . Linear extrapolation has been used for dilutions greater than 0.0001 N.
concentration of hydroxyl ion. The slight but distinct neutralising effect of dilute solutions of alkali has been measured electrometrically and the allowances to be made are recorded graphically. It is found that whereas alizarin yellow G, tropa~olin 0 and thymol violet may be used without appreciable error (in accordance with our previous communication) the grave discrepancies remain for phenolphthalein, ocresol phthalein and'thymol blue and phenol red which must be ascribed to salt error in the alkaline buffer itself.
